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ABSTRACT 
The system allyl alcohol-water was experimentally studied to obtain 
liquid-vapor equilibrium data, equilibrium temperatures, and isobaric heats 
of vaporization at the vapor composition for .all compositions while the 
pressure was maintained constant at one atmosphere. The thermodynamic 
consistency of the data was verified by application of the Redlich-
Kister criterion to the liquid-vapor equilibrium data. 
The experimentally determined liquid-vapor equilibrium data expressed 
in terms of activity coefficients and the isobaric heats of vaporization 
are compared with similar data for the binary systems, normal propanol-water 
and isopropanol-water. This indicated that the introduction of a double 
bond has negligible effect on the heat of vaporization, but significantly 
reduces the deviations of the solution from ideal behavior in comparison 
to the normal propanol-water system. Similarily, rearrangement of normal 
propanol to the branched isopropanol has little effect on the heat of 
vaporization and but slightly ~ecreases the deviations of the solution from 
ideal behavior in comparison with normal propanol-water. Thus structural 
changes of the alcohol molecule appear to have a significant influence on 
the behavior of the solutions, but appearently have much less influence on 
the variations of the heat of vaporization with composition. 
The criterion for thermodynamic consistency is outlined together with 
a discussion of ideal and nonideal solution behavior. 
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.INTROIDCTION 
The study of liquid-vapor equilibrium is important as it provides 
the basis for many engineering calculations on separation processes and 
because it provides a picture of the general behavior of liquid-vapor 
mixtures. The basic thermodynamic relations for equilibrium are complex
 
and are useful in many cases only after simplifying assumptions are made
. 
The limitations of the simplifying assumptions thus restrict the applic
-
ability of these thermodynamic relations. Ho~ever these simplified (ideal) 
relations can provide a criterion for comparing actual mixtures and from
 
which deviations can be computed. The properties of real systems are 
commonly compared -with the properties of an ideal one through the 
introduction of the auxiliary thermodynamic function~ the activity 
coefficient. The deviations from ideal behavior are lumped into the 
activity coefficient and the characterization of real solutions depends 
on the evaluation of this function with its dependence on temperaturej 
pressure and composition. 
Experimental data on liquid-vapor equilibrium and heats of vapor-
ization is generally scattered through the literaturej incomplete or 
altogether lacking. Thus it would be useful to have a means of extrapo
lating 
the available data to other systems having similar components. The basi
s 
for such an extension might be the effect of changes in molecular struct
ure 
on deviations from such limiting states as mentioned above. The common 
limiting states are the ideal gas and the ideal solution state. Deviati
ons 
from these ideal states can be explained in relation to the fact that 
molecules have volume and that molecules exert forces on surrounding mo
le-
cules. The forces are of greater significance in liquids than in vapors
 
because the molecules are much closer together in the liquid phase. Ac
curate 
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experimental data is required to evaluate the factors which influence 
the magnitude of these deviations from idea). behavioro 
The system allyl alcohol-water was studied experimentally at a 
pressure of one atmosphere to simultaneously determine liquid-vapor 
equilibrium data and isobaric heats of vaporization at the condensed 
vapor compositiono This experimental data was then compared with 
similar data for the systems normal propanol-water and isopropanol-water 
found in the literatureo Comparison or' the data might reveal what 
influence structural changes of the alcohol molecules have on the 
equilibrium behavior and on the isobaric heats of vaporization. 
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DESCRIPTION OF APPARATUS 
An equilibrium still previously designed and constructed for the 
simultaneous measurement of liquid-vapor equilibrium and isobaric heats 
of vaporization was used in this study. The details of this still are 
presented in (2) and (11). Briefly summarizingj the still is of the 
recirculating type which provides the proper thermodynamic path for 
measurement of liquid-vapor equilibrium and isobaric latent heats of 
vaporization at the vapor composition. Liquid is vaporized in an external 
reboiler with the vapor directed into a liquid reservior. The vapor rising 
from the liquid reservior passes through a liquid-vapor contacting section 
before passing to a condenser. The condenser vapor is returned to the 
re.boiler through a conduit which includes a rotameter and several valves 
which permit the monitoring and control of the rate of recirculation. The 
apparatus is equipped with sample lines in the liquid reservior and the 
conduit immediately preceening the rebiolerj allowing sampling of the 
equilibrium liquid and condensed vapor phases respectively.. The isobaric 
heat of vaporization was determined by measuring the heat removed in condensing 
the saturated vapor to a saturated liquid. Suitable precautions were included 
to eliminate or control the errors which are common to this type of still. 
The still was adaptable to the author's needs without any major 
modifications. The still wasj howeverp transferred into a ventilated hood 
to permit the safe handling of hazardious materials such as allyl alcohol. 
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MATERIALS AND iOLYSIS' 
Commercial grade allyl alcohol was obtained from Shell Chemical 
Corporation and Dow Chemical Company. The impurties in these samples 
were primarily water, diallyl ether, and isopropyl alcohol, all of which 
form low boiling azeotropes with allyl alcohol. Distillation was 
selected as the means for purification. A small laboratory fractionation 
column was charged with the commercial grade allyl alcohol and operated 
at total reflux until a constant condensate temperature was maintained. 
Twenty milliliter samples of condensate were periodically removed until 
no temperature change was noticed after withdrawal of the condensate 
sample. A heart cut was then taken from the remaining liquid. The 
collected condensate samples were checked for water content and refractive 
index to insure uniform composition. The purified allyl alcohol was 
analyized as: 
Normal Boiling Point 
Refractive Index 
Purified Allyl Alcohol 
96092°C 
1 .412? 
Water Content:. 0~01 weight per cent maximum 
96.94°0 (1) 
1 .4134 ( 1) 
104135 (7) 
Distilled water was available in the laboratory and was used directly 
without additional purification. 
The equilibrium liquid and condensed vapor samples were analyized 
by methods which were dependent on the composition range of the samples. 
Alcohol concentrations up to 40 mole per cent were analyized by 
refractive index measurement. This method was accurate to 0.05 mole per 
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cent. Above 40 mole per cent allyl alcohol,the refractive index did 
not change sufficiently with composition to permit accurate analysis. 
Therefore at higher alcohol concentrations the samples were analyized 
for water content. The allyl alcohol concentration was then determined 
as the difference. The water content was determined by titration witn, 
Karl Fischer Reagent (14) using a dead stop end point detection (12). 
This method was accurate to 0.05 mole per cent in the range of water 
concentrations where it was used. 
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EXPERIMENTAL PROCEDURE 
The still was initially charged with distilled water. The heat of 
vaporization of the distilled water and its normal boiling point were 
determined and used as a check of the calibrations and to insure absence 
of any contamination in.the still. It was found necessary to recalibrate 
the heat leak constants for the condenser whenever the insulation 
surrounding the condenser was removed" The thermocouples were previously 
calibrated and these calibrations were found to be consistent. 
Distilled water was used in the cooling system to insure that the 
heat capacity of the cooling fluid was accurately known for the heat of 
vaporization measurement. The cooling water was changed periodically 
to prevent contamination. 
An experimental run was started by applying heat to the adiabatic 
walls and the reboiler. Simultaneously9 the temperature and flow of the 
cooling water to the condenser and coolers were adjusted. The flow of 
liquid to the reboiler was then slowly started. This liquid flow was 
increased to the desired rate after which the heat input to the reboiler 
was adjusted to maintain the steady rate of internal circulation. The 
pressure control was adjusted to maintain a pressure of one atmosphere 
in the still. Circulation was continued until equilibrium was attained. 
/ The criterion for equilibrium was the maintaince of constant flows, 
temperatures
9 
pressure correction1 and liquid level for at least one hour. 
The time needed to attain equilibrium varied from seven hours to three 
hours as the charge composition varied from low alcohol to high alcohol 
concentrations. 
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Samples of the liquid and condensed vapor phase were collected 
when equilibrium was attainedj and placed in an ice bath to prevent 
vaporization losses before an analysis of the samples was performed. 
The rate of internal circulation was determined by calibrating the 
rotameter with the condensed vapor sample collected. The flow of cooling 
water to the condenser was also measured. The flow calibrations required 
accurate measurement since these were the basis for the heat of vaporization 
calculations. 
When all the measurements and samples for one experimental run were 
collected a replacement charge was added to the still and recirculation 
was started again. This saved considerable time in the length of time 
needed for a second run. The composition of the replacement charge 
permits control of the interval at which equilibrium compositions were 
determined. 
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THERMODYNAMIC CONSIDERATIONS 
The concept of an •ideal solution" was introduced for use as a 
standard for the comparison of real solutions~ An ideal solution is defined 
by Lewis ( 13)', as one where the fuga~ity of each component is proportional to 
its mole fraction throughout the whole range of compositions at all 
temperatures and pressures. Mathematically this is expressed as: 
(1) 
-
where fi is the fugacity of component i of the mixture being considered, 
xi is the mole fraction and ki is a proportionality constant. This equation 
must be satisfied for all compositions including xi= 1 from which it follows 
0 0 
that k. = f., where f. denotes the fugacity of pure i at the same temperature, 1 1 1 
pressure and state as the mixture. Thus, 
-
0 
fi = f. x. 1 1 
(2) 
The fugacity is however define~ in terms of the chemical potential as 
fa/ - falc~ - R T _J_,,,,_, ( fl!h,. 0 ) (3) 
Thus the definitation of an ideal solution in terms of the chemical potential 
becomes, 
A· = A.,_~ + RT~ (Xt') (4) 
' ('· 
where now.,u;is the chemical potential of component i in the solution and .,t.t.1 ~ 
is the chemical potential of i when xi= 1 at the same temperature and 
pressure as the solution under consideration. 
The equilibrium of two phases, liquid and vapor, both of which form 
ideal solutions is now readily described. The condition for two phases in 
mutual equilibrium is that the chemical potential and hence the fugacity 
of component i be the same in the liquid and vapor phase 
(5) 
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however since the liquid is an ideal solution 
(t 1>, 
thus for equilibrium 
(6) 
(7) 
When the pressure is sufficiently low the fugacity of a component 
, 
in the vapor phase, (fi)g, is replacable by its partial pressure, Pi, 
0 0 
and (fi\ is replacable by the vapor pressure, Pi, of pure i at the given 
temperature. Thus re::J.ation (7) simplifies to 
0 
pi = pi xi (8) 
which is Raoult's law. 
Real solutions generally deviate from the behavior predicted by these 
ideal solution laws. Real solutions are thus represented by a modification 
of the ideal solution laws through the introduction (f~; empirical 
/ I 
correlation factor, the activity coefficient. The~deat solution law 
correcte1 for real solution behavior becomes 
-{, -
' 
r.°' f- X· '(. 
'- L C: 
(9) 
The activity coefficient,¥., is thus the factor which will make the equation 
• 
valid at all conditions. Clearly the activity coefficient is a function of 
temperature, pressure and composition. The definition of the activity 
coefficient is made complete by specifying that for each component the 
activity coefficient is taken as approaching unity as the mole fraction of 
that component approaches unity. 
When low pressures are considered pressures are again substituted for 
the fugacities and a modified form of Raoult's law results which is applicable 
for real solutions 
(10) 
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The temperature and pressure dependency of the activity coefficient 
are deducable from the defining equation in terms of the chemical potentials. 
The definition of a real solution as a function of activity coefficients and 
chemical potentials is 
0 ::: 0 7 (l ( X.' 'I,:_'\ A , - ~", ,_ J&r.. - : J 
' 
(11} 
rearranging this gives 
..L [ ~ _ ~_;:] ::: ~ Cxc:~.:) 
R -,- -,-
( 12) 
This identity, equation (12), may be differentiated with respect to 
temperature while holding the pressure and composition constant 
_LR ;T [ ~- -~ :1 : ~ ~ [ _L. (x/t,,·~ ~ ~ ~ ¥,: ( 13) 
P'>(, 'Pv, ~T 
"' & .. ~"' 
Substitutin~ for the partial derrivatives of the chemical potential the 
corresponding partial molar enthalpy yields 
H , - H· (. 4, ( 14) 
R ,a 
-where Hi is the partial molar enthalpy of the particular component i in 
the solution and H. is the molar enthalpy of the pure component i at the 
1 
same pressure and temperature as the solution. 
Similar rearrangement and differentiation with respect to pressure 
while holding temperature and composition constant yields the pressure 
dependency as 
0 V. - y, 
" ' ( 15) = Rt 
where vi is the partial molar volume of component i in the solution and 
0 vi is the molar volume of pure i at the same pressure and temperature as 
the solutiono 
The change of thermodynamic properties on mixing are of considerable 
interest in the study of solutions. The mixture is compared to the pure 
components at the same temperature and pressure to separate the effects of 
mixing from the changes resulting from variations in temperature or pressureo 
11 
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The superscript M will be used to designate the changes in thermodynamic 
properties at constant pressure and temperature. 
Let G represent the total value of any extensive propertyr9f a 
homogeneous system or solution of N components. The change in G due to 
mixing (16) is given as \ 
G.M= G(P, T, Y>,)-rie····"'~ -<:,
0 
( P, r, n,, na ..•. YllJJ 
- . . . . . . . c: (p~ T, vi, )n., ... ~~ (16) 
0 
where now the superscript iniicates the pure components. 
The expression for the free enerr;y of mixing for a binary mixture 
would thus be 
~"" ~ F ( ~ T, (),, yi~- F, 0 ( P, T~ Y1,) - F2° ( P, ~ Y'\e) (17) 
or in terms of molar quantities 
F""::: F (P~ T, x/') - x, F, 0 ( P) T) - X~ F°:a• ( ~ T) (18) 
Similarily the entropy of mixing for a binary mixture would be 
( 19) c:, 
;x I s I 
and the heat of mixinr; ani the volume change of mixing are . 
HNI= H - X, H; - ><e Ho e (20) 
V NJ = V 
0 0 (21) 
x! V, - x a v?. 
These relations are directly ieducable from the fundamental equations 
relating F to the other thermodynamic propertieso These equations are 
summarized as 
'"a ~ IY) s M = .:--- (22) ~r 
H"" Ta 
~ ( f-n,) 
:: 
- ~-,- (23) 
\/M 
~ F' M (24) 
-
----
- ~p 
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Expressions for partial molar quantities like the chemical potential 
', 
and partial molar volume may also be defined in terms of the changes on 
mixing, as 
0 
A /fl ;:. µ.., ML' (25) 
" 
v/YJ = V· - v.o (26) t L 
The molar free energy is equal to the chemical potential so that the free 
energy of mixing is relaten to the change of chemical potentials as 
F N\ : X 1 ,,,u., /Vi + X 2 ..A-L;' (27) 
Consider now the application of these equations to an ideal solution. 
The previous 1efinition of an i1eal solution9 equation (4), is used as 
• RT k x"' (28) µ, .,1-l I : 
(, 
' 
then the free energy of mixin~ becomes 
FM 
= RT~ X.,:,' ~ x: (29) 
The values of the heat of mixing i/1 and the volume change M of mixing v are 
both zero as readily follows from substituting equation (29) in equations 
(23) and (24). The entropy of mixing has the posivitve expression 
(30) 
Thus 9 a further condition for the existance of an ideal solution is that all 
thermodynamic functions of mixing except those containing the entropy are zero~ 
The thermodynamic functions of mixing for real solutions give quite 
different results. The definition for a real solution which introduced the 
activity coefficient is used as 
• ~ RT ~ X"' '(,-
.,;tt..•' - -"""',· 
(31) 
Then the mixing functions for a real binary solution become 
(32) 
I 
ii 
! 1 
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l 
(34) 
fYl ' [ ~ ~ ~. 
V = - RT X, ;, p 
(35) 
The difference between the thermodynamic functions of mixing for a 
real solution and an ideal solution at the same temperature, pressure an
d 
composition is called th.e thermodynamic excess function. The excess fre
e 
energy is 
(36) 
The excess functions thus permit the ~irect representation of the 
deviations from the behavior of ideal solutions. These functions are 
consequently of considerable importance in the study of solutions. 
Thermodynamic Consistency of Data 
The basic equation (5) for an open system is given in molar units as 
u- j P - s d r = 2 x c: d A-"' (37) 
where lJ'" is the molal volurne 9 sis the molal entropy of the solution, x
i is 
the mole fraction and.;(l•the chemical potential of component i in solution • • 
This equation is put in a more useful form by van Ness (19) as 
(38) 
where 6....r is the volume change of mixing and ~His the heat of mixing. 
Expansion of the right hand side of equation (38) yields 
~ x, J(L t.:) = J~ x,· L '(/J - ~!...'(Jex/) 
The excess free energy has been defined as 
Thus 
J ( f,.r;) = 
' ! 
E F -.... RT ~x.e,'k Y,· 
j 
MJP- Y dr.,.. ~~i,,·J~.' RT RT 2 .. 
14 
(39) 
(40) 
(41) 
i ~ 
1; 
: .) 
, 
i! i 
;q 
' 
'' 
,· 
sinceJ (j:)s an exact differential)) integration of the equation is 
(.£..£' _ I..E-E) = (MJP -f}!~ Jr r z [J-. ¥: Jx" (42) Rr /'2 l°J? T , , , , 
The limits 1 and 2 represent any two states of an open system. Thus the 
above equation may be used to derive the area test for evaluating the 
thermodynamic consistencr of experimental data. Thus for a binary system 
the limits are selected as the range of composition9 xa = 0 to xa = 11 when 
pressure and temperature remain constant. Equation (42) thus reduce·s to 
= 0 
but since this is for a binary solution dxA = = dxB and equation 
I I _£, (¥~8) J Xfi : 0 
(43) 
(43) becomes 
(44) 
This is the equation of Redlich~Kister (17) which is used to test the 
consistency of experimental liquid~vapor equilibrium ~ata. If ln(Y~ta)is 
plotted as a function of xA~ equation (44) requires that the positive and 
negative areas must be equal. 
The equation of Redlich-Kister is derived for conditions of constant 
temperature and pressure such that when applied to data at nonisothermal 
conditions the areas may not be equal" This does not necessarily mean that 
the measurements are inconsistent but rather reflects the nonisothermal 
conditions. 
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MOLECULAR CONSIDERAT'IONS 
A knowledge of intermolecular forces is obtained from experimental 
observations and theoretical considerations. Theory suggests the functional 
form of the interaction potentiafs and the experimental data permits the 
empirical evaluation of the adjustable parameters in the potential function. 
The intermolecular forces are generally subdivided into two classes--
short range forces and long range forces. The short range forces are 
frequently referred to as valence forces or chemical forces an1J arise when 
molecules are sufficiently close together for their electron clouds to 
overlap. These forces are replusive in nature and often highly directional. 
The contribution to the intermolecular potential a~sociated with these short 
range forces varies exponentially with the molecular separation. The actual 
form of this interaction is complicated an1J rl.epenls on the specific type 
of interaction being considered. 
The contributions to the lonr range forces vary inversely as powers 
of the intermolecular separation .. These long ranr,e contributions are 
subdivided into three parts: (1) electrostatic contributions, (2) induction 
contributions and (3) 1Jispersion contributions. 
The electrostatic contributions result from the interaction of the 
various multipole moments in the moleculesg charges, dipole moments, 
quadrupole moments. The 1Jirect application of the Coulombic law of 
electrostatic interaction provides an indication of the form of these 
interactions. 
Induction contributions result from interactions between charged 
\ 
particles and neutral molecules. A dipole moment is induced in the neutral 
mol~cule which is dependent on the polarizability of the neutral molecule. 
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This is an important contribution to the interaction potential between polar 
and nonpolar molecules. 
Dispersion contributions result when two nonpolar molecules interact. 
These contributions are a consequence of the motion of the electrons in a 
neutral molecule whereby the center of density of the negative charges does 
not continuously coincide with the center of density of the positive charge 
of the nuclei. This transient separation of charge centers results in a 
dipole which attracts molecules to each other when they approach sufficiently 
close together. The ease of polarizability and hence the strength of the 
attractive force increases as the number of electrons increases and as the 
number and complexity of the atoms in the molecule increases. These 
dispersion contributions are commonly referred to as London forces. 
The interaction between two polar molecules is quite involved and is 
hence considered as the sum of several contributions: (1) repulsive short 
range valence forcesj (2) London aispersion contributions which vary as 
-6 -8 
r and r and are slightly dependent on molecular orientationsj (3) angle 
dependent electrostatic contributions resulting from multipole interactions, 
the most important of these are the dipole-dipole interactions which are 
proportional to r-3 and dipole·-quadrupole interactions which are 
proportional to r-4 and (4) the induction contributionsj the most important 
-6 
being the riipole-induced dipole potential which is proportional to r • 
The most important of these various contributions are the short range 
repulsive forces and the dipole-dipole interaction~ 
The magnitude of these intermolecular forces is difficult to determine 
accurately. However an approximation of the relative magnitudes of these 
forces can be made based on the physical properties of the components. The 
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boiling point of a compound at a given pressure may be taken as a approximate 
measure of the attractive forces between molecules since the boiling point ia 
merely the temperature at which the thermal agitation of the molecules is 
sufficient to overcome the attractive forces between them •. The attractive 
forces are electrical in nature and vary with molecular structure. The 
boiling point rises as the number of atoms in a molecule increases because 
of the increased attraction between molecules. Branching of the molecule 
results in a lowering of the boiling point as the molecule is now more 
compact and forces are smaller for a more compact molecule than for a longer 
molecule. The introduction of an unsaturated bond lowers the boiling point 
of the saturated compound and the magnitude of this depression varies inversely 
with the number of atoms in the molecule because the unsaturated contribution 
will constitute a smaller portion of the total force which increases with the 
number of atoms. Thus the compoupds of interest in this work arranged in 
order of increasing intermolecular forces between like molecules would be 
isopropanol, allyl alcohol, normal propanol and.water. This arrangement is 
based on a comparison of the normal boiling points which do not, however, 
deviate greatly from one another. 
The approximate order of the forces between like molecules has been 
established, but the behavior of a solution is also dependent on the magnitude 
of the forces between unlike molecules in the solution. A solution is nothing 
more than the intermingling of molecules~ thus two liquids will not mix if 
the attractive forces of like molecules for each other are much greater than 
the attractive forces between unlike molecules. Moreover, the more closely 
molecules are related in composition and structure, the more similar will 
be the attractive and.repulsive forces between them. The differences between 
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water and the alcohols might suggest that the forces between like molecules 
are much greater than the forces between unlike molecules, but water and 
alcohol molecules have a type of intermolecular attr~ction called proton 
bonding which results in a decrease in the attractive ~ces between like 
molecules. However as the length of the hydrocarbon chain increases, the 
attractive forces resulting from the polarizability of the molecule 
increases until a point is reached at which the association with water 
molecules is no longer sufficient to prevent alcohol molecules from being 
more strongly attracted to each other than to water 9 and two phases result. 
Branching of the alcohol molecules tenrJ.s to increase the attractive forces 
between water and alcohol moleculeso The introduction of an unsaturated 
bond increases the attractive forces between the molecule and water because 
the higher concentration of electrons in the double bond leads to greater 
attraction for the positive end of the water dipole. These considerations 
of the intermolecular forces between like and unlike molecules should 
provide an indication of the behavior to be expected from aqueous solutions 
of normal propanolj isopropanol and allyl alcohoL Normal propanol being 
a straight chain molecule would be expected to have the greatest attractive 
forces between like molecules and the least attractive forces with water 
of any of the alcohols. Branched isopropanol would have smaller attractive 
forces between like molecules and would have slightly increased attractive 
forces with water. Allyl alcohol 9 which contains an unsaturated bond, would 
have the greatest attractive forces with water and the magnitude of the 
attractive forces between like molecules would be intermediate to those 
of the other moleculeso Thus since deviations from ideal solution behavior 
results when forces between like and unlike molecules are unequal, it would 
r -: 
.( 
I\ 
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be expected that the magnitude of the deviations from ideal soluti~ 
behavior would increase in the order of allyl alcohol-water» isopropanol~ 
water and normal propanol-water. 
The heat required to vaporize a substance consists of the energy 
absorbed in overcoming the intermolecular forces of attraction in the 
liquid and the work performed by the vapors in expanding against an 
external pressure. The external work performed by vaporizing one ~ole 
of the substance at a constant pressure is equal to the product of the 
pressure and the increase in volume. Thus 
"- = P (v - Vn ) ~ g J( 
).. = external work of vaporization 
P ~ constant total pressure 
~R = molal volume of saturated liquid 
v ~ molal volume of saturated vapor 
g 
Generally the molal volume of the saturated liquid is neglected since it 
is considerable smaller than the volume of the vapor. Typical values for 
the external work performed would in the order of 20 calories per gram. 
Clearly this is not the total contribution to the heat of vaporization 
and the remaining contribution is a consequence of the heat required to 
overcome the attractive intermolecular forces. 
The attractive intermolecular forces which must be overcome to 
vaporize the liquid are the forces which the inner liquid molecules exert 
on the surface molecule which are to be vaporized. These forces are the 
summation of all contributions previously mentioned from both similar and 
dissimilar molecules. The influence of molecular structure on these 
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intermolecular forces has also been discussed. However, now the absolute 
magnitude of these forces is required to predict the behavior of the heats 
of vaporization. Since the boiling points of the alcohols are similar it 
might be concluded that the intermolecular forces are similar, and thus 
the behavior of the heats of vaporization would be similar. In addition 
the forces are a function of the area of the surface molecules as it is ' 
over this area that the forces attract the surface molecules. The similarity 
of the molar volumes of the liquid alcohols would provide additional support 
to the expected similar behavior of the heats of vaporization of the solutions. 
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EXPERIMENTAL RESULTS 
The experimentally obtained liquid-vapor equilibrium data is presented 
in Table 1. Activity coefficients calculated from the defining equations 
Y. = I 
are tabulated in Table 2. 
= 
) 
p 
T '12 
pd X 
2 2 
Vapor pressures used in calculating the activity 
coefficients were obtained by interpolating the International Critical Table(10) 
values for water and as an average of the values calculated from t v por 
pressure equations of Shell Chemical (1) and Hands and Norma 8) for ally 
alcohol. 
The liquid-vapor equilibrium riata is plotterl as a temp ature-
__________,-~ ___/- --
"- "'---· -"------composition diagram 9 Figure 19 where the author's data is compared to the 
data of other investigators (1 9 89 9). The best lines through the saturated 
liquid and saturated vapor data of this work deviate from the data of the 
o oC . other investigators by a maximum of 0.8 C and 0.9 respectively. However 
it should be noted that the data of Harper and Moore (9) was obtained at 
a pressure of 752 mm mercury and Hands and Norman (8) obtained experimental 
data at pressures of approximately one atmosphere and then applied corrections 
to only the saturation temperatures to obtain their data tabulated for one 
atmosphere pressure. 
The activity coefficients calculated from the experimental data of 
this work are plotted in Figure 2 together with the values obtained from 
other works (1 9 89 9). The activity coefficients of this work do not deviate 
from the others·by more than 4 per cent. This difference is tolerable 
considering the differences in experimental conditions as noted above. 
The consistency of the liquid-vapor equilibrium data of this work was 
tested according to the criterion of Redlicb and Kister •. The plot of the 
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logarithm of the ratio of the activity coefficients as a function of mole 
fraction allyl alcohol in the liquid phase is given in Figure J. The 
positive and negative areas differ by approximately 2 per cent. This is 
sufficiently accurate agreement to consider the data consistent. Strictly 
the Redlich-Kister criterion is valid only at constant temperature and 
0 . 
pressure, but the 11 C temperature range of this work is sufficiently small 
to consider the requirement of constant temperature fulfilled. 
The data was correlated using the van Laar equation (4). The van Laar 
constants were calculated by averaging the constants obtained when the van 
Laar equation was applied to each set of experimentally determined equilibrium 
conditions~ The averaged constants for the van Laar equation were A= 0.439 
and B = 0.964. These constants were then used to calculate activity 
coefficients for liquid compositions of 0.059 0.109 0~209 0.30~ 0.409 a.so, 
0.60, 0.70 9 0~80 9 o •. 90 and 0.95 mole fraction allyl alcohol. These calculated 
values are tabulated in Table 3 together with values obtained from smoothing 
the experimental data. The van Laar equation was also used to calculate 
equilibrium temperatures and vapor compositions at the previously mentioned 
liquid compositions. These calculated equilibrium values are shown in 
Figure 1 as the solid curve. The experimental liquid-vapor compositions 
deviated from the smoothed curve by a maximum of 0.05 mole per cent. Thus, 
the applicability of a two constant equation such as the van Laar equation 
for correlating the data appears valid. 
The experimental heats of vaporization for allyl alcohol-water are 
tabulated in Table 4 and plotted as a function of composition in Figure 5. 
The best curve through the experimental data deviates from the experimental 
values by a maximum of 1 per cent. There is no experimental data reported 
I. 
I 1. 
in the literature with which to compare this datao 
The experimental data on the systems isopropanol-water and normal 
propanol-water are presented in Table 5 and Table 6 respectively (3), (6). 
The thermodynamic consistency of these data were tested according to the 
Redlich-Kister criterion and differences between positive and negative 
areas of 3 per cent for isopropanol-water and 2 pAr cent for normal 
propanol-water were noted. The logarithm of the activity coefficients 
as a function liquid phase alcohol composition is plotted in Figure 4 for 
the three alcohol-water systems. The order for increasing deviation from 
ideal solution behavior is allyl alcohol-water~ isopropanol-water and normal 
propanol-water as indicated by the values of the activity coefficients. The 
differences between these systems varies as a function of composition with 
the greatest differences being at the low concentrations where the activity 
coefficients are the greatest. 
The heats of vaporization at one atmosphere pressure for the systems 
isopropanol-water and normal propanol-water are presented in Table 7 and 
Table 8 respectively (18), (15). The heats of vaporization of these 
alcohol-water systems are plotted in Figure 5 together with the author's 
data for allyl alcohol-water. The various systems have values for the 
heats of vaporization which show a maximum deviation of 2 per cent from 
each other at a given composition. 
24 
I ·,· 
I. 
, · 
\ ! I 
i, 
i. 
I; 
./ 
I 
., 
?. 
\ 
' 
. ' 
• ;..: .; r..1,1: ::.·~ .;,.,.; ~. ,, ., ; •••• -
CONCLUSIONS AND LIMITATIONS 
The liquid-vapor equilibrium data and isobaric heats of vaporization 
have been determined for the system allyl alcohol-watere The data was 
found to consistent by application of the Redlioh-Kister criterion for 
equilibrium datae The data would most advantageously be used to formulate 
an enthalpy-concentration diagram" However the data necessary to determine 
the saturated liquid enthalpy line is lacking. An approximation could be 
made for this line if sufficient data were available for the pure components. 
The procedure would be to consider the pure components to have zero enthalpy 
0 
at O C (or any other temperature below the saturated liquid temperature of 
the pure components). Then knowing pure liquid heat capacities up to the 
normal boili?lf: point~ the enthalpy of the saturated liquid can be calculated. 
) 
The addition of the isobaric heat of vaporization gives the enthalpy of the 
saturated vapor of the pure components" Knowing the heat capacities of the 
pure vapors allows the determination of vapor enthalpies at other temperatures. 
Then if it is assumed that the vapors mix without any heat effects j vapor 
enthalpies at the same temperatures are connected with a straight line. 
Substraction of the heat of vaporization of a mixture from the vapor line 
at the proper temperature and composition establishes a ·point on the saturated 
liquid line. The saturated liquid line will be the curve through all these 
calculated points. This is but an approximation and depends entirely upon 
the accuracy of the heat capacities used and the assumption of ideal behavioor 
of the vapor phase. Hence such an approximation would be suggested only if 
no data were available to experimentally determine the saturated liquid line. 
This study has shown that the thermodynamic properties of solutions at 
equilibrium are directly related to changes in the structure and arrangement 
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or molecules comprising the system at equilibriumo These changes in 
molecular structure result in changes in the intermolecular forces and 
hence influence the magnitude of the deviations of the solution from ideal 
behavioro Thus by the introduction of a double bond in a normal alcohol 
molecule the liquid-vapor equilibrium is characterized by a significant 
decrease in the deviations from the behavior of an ideal solution as compared 
to the normal alcohol-water system. Similarily when a branched alcohol is 
substituted for a normal alcohol in an aqueous solution the equilibrium 
behavior shows but a sli~ht decrease in the deviations from ideal solution 
behavior. This comparison of deviations is based upon a comparison of the 
activity coefficie~!ts calculated at equilibrium conditions for a total 
pressure of one atmosphere. However since these solutions do not show 
identical temperature-composition behavior it may be suggested that these 
differences are but a reflection of the temperature dependency of the 
activity coefficients. This temperature dependency of the activity 
coefficients is expressed as a function of enthalpy differences as shown 
in equation (14)o • 0 The maximum temperature difference is only 15 C so that 
a large enthalpy difference would be necessary to account for the difference 
in activity coefficients. The large temperature differences'are at the 
dilute water concentrations where large enthalpy differences would not be 
expected. Thus the differences in activity coefficients are attributed to 
the change in intermolecular forces resulting from changes in molecular 
structure. 
If the solutions were to obey the ideal solution laws it could be 
considered that the forces between like and unlike mole<tUles were identical. 
However when the forces between like molecules are much greater than those 
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between unlike molecules a large positive deviation from iieal solution laws 
results. Thus for the three alcohol-water systems considered it follows that 
the molecules allyl alcohol and water and isopropanol and water have a greater 
degree of interaction than do the molecules normal propanol arid water. The· 
structure differences of the alcohol molecules influence the degree of 
interaction and thus the deviations from ideal solution behavior, This is 
as was expected from molecular considerationso 
The vapor phase has been considered ideal and any deviations from such 
behavior are thus lumped into the liquid phase deviationg the activity 
coefficient. This assumption is made primarily because of a lack of know-
ledge about the vapor phase. However this assumption is generally justified 
at pressures up to one atmosphere since the deviations of the vapor phase 
from ideal gas behavior are slight while the liquid phase behavior shows 
marked deviations from ideal solution behavior at such low pressures. 
The heats of vaporization however provide an entirely different picture 
of the influence of these molecular chan~es. The heat of vaporization of the 
pure alcohols are nearly iientical and the heats of vaporization for the 
solutions show no greater deviations than these 9 in fact the agreement is 
nearly perfect until high alcohol concentrations where the differences in 
the pure component values become noticable. Thus it would appear that the 
intermolecular forces are of less significance here than in the behavior 
of the solutions. The factor which would be considered of importance in 
the heats of vaporization would be the availability of the molecules at 
the liquid surface which is expressed as a function of the relative size of 
the different alcohol molecules. This would indicate that the alcohol 
molecules are of approximately equal size as is shown in Table 9, 
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Therefore it becomes appearent that the influence of molecular 
structure of components of a binary system is reflected primarily in the 
properties of the liquid phase through changes in intermolecular forces. 
A more complete understanding of these influences should be centered on 
the liquid phase·. A knowledge of the heats of mixing and heat capacities 
of liquids would permit the calculation of liquid enthalpies. These in 
turn would express the temperature dependency of the activity coefficients 
and the various excess functions and as such permit a more rigorous analysis 
to provide quantitative rather than qualitative results. It would be 
desirable to formulate a means of predicting the behavior of a solution 
from the known properties of another solution by application of suitable 
corrections to account for structural differences of the components of the 
solutions. This type of prediction woul1 most probably lead to an explanation 
in terms of the molecular theory of solutions. 
The usefulness of this study is limited to a comparison of the relative 
values of liquid-vapor equilibrium data and heats of vaporization for similar 
alcohol-water systems. These in themselves are significant but of even 
greater utility woul1 be a complete enthalpy-concentration diagram. The data 
required to complete such a diagram would be the the enthalpies of the 
saturated liquid curve. This could be completed knowing heats of mixing 
and heat capacity data for the liquid mixtures. Thus to extend this work 
it becomes necessary to study further the behavior of liquids. 
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Run 
~ 
1 
2 
6 
7-A 
8-A 
9 
10 
11 
12 
13 
14 
15 
16 
17 
18 
19 
20 
21 
22 
23 
24 
'TABLE l 
EXPERIMENI'AL LIQUID-VAPOR EQUIL~BRIUM DATA 
ALLYL ALCOHOL-WATER 
ONE ATMOSPHERE PRESSURE 
) 
Mole Per Cent Allyl Alcohol 0 Temperature, C 
Liquid Vapor Liquid Vapor Condensate 
o.oo o.oo 99.99 100.01 100.00 
o.oo o .. oo 99.94 99 •. 95 99.95 
0.25 3,,.09 99.18 99.21 94.96 
1.13 9.,94 97.52 97 .. 58 90 .. 98 
2.67 17.80 95.16 95.22 89.88 
3 .. 97 22 .. 60 94 .. 00 94 ... 08 89 .. 54 
1. 93 14.46 96.12 96.16 90.16 
6.22 27.93 92.44 92.48 89.32 
10.58 34.56 90 .. 58 90.61 88.98 
0.49 5.54 98.68 98.71 92.80 
42u 16 43.36 89.16 89 .. 14 89 .. 00 
5.56 26 • .34 93.06 93.08 89.40 
16.80 36 .. 58 90 .. 00 89 .. 92 88.94 
55.17 47. 50 · 89.08 89 .. 04 88.82 
76.58 6J.J8 90.88 90 .. 88 89.98 
88.13 76 .. 90 93.18 93.16 91.68 
94.02 86.96 94.98 94 .. 96 93 .. 42 
98.24 95.96 96.62 96.56 95.52 
69.21 5'7.47 90.04 90.06 89 .. 18 
83.40 70.58 92.18 92.20 90.94 
91.97 83.08 94.36 94,30 92.84 
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TABLE 2 
l 1 
j 1 EXPERIMENTAL ACTIVITY COEFFICIENTS 
! i' 
! l ALLYL ALCOHOI,..WATER I , if ; ~' 
t ! il l' 
! 
f, ;,I 
'\ Run Mole% Allyl Alcohol Vapor Pressure Activity Coefficients ·' Temp. 
No. Liquid Vapor oc Water Allyl Ale. Water Allyl Alco 
_p;__ P.o ""(, i,. r 
1 o.oo o .. oo 100.00 760.00 1.000 
2 o .. oo o.oo 99.95 759.82 1.000 
6 0.25 3.09 99.18 738.00 825.54 1.001 11.379 
7-A 1.13 9.94 97.54 695. 59 778.02 1.002 8.593 
8-A 2.67 17.80 95.18 638.12 713.42 1 .006 7.102 
9 3.97 22.60 94.04 61·1o35 683.46 1 .002 6.330 
10 1. 93 14u46 96. ·14 660.04 738.08 1 .004 7.715 
11 6.22 27.93 92.48 577.28 645.03 1.012 5.291 
12 10. 58 34.56 90.58 537.05 599.73 1.036 4., 140 
13 0,,49 5.54 98.68 724.84 810.76 0.995 10.598 
14 42.16 43.36 89.14 505. 71 564.26 1.472 1 .• 385 
15 5. 56 26.34. 93.06 588.60 657.75 1 .007 5.474 
16 16.80 36.58 89.96 522.59 583.25 10109, 2.837 
17 55.17 47. 50 89u06 506.49 565.24 1. 757 1.158 
/? 18 76.58 63.38 90.88 542. •. 77 606.10 2.189 1 .038 
f 19 88.13 76 .. 90 93.16 592.1:2 661.70 2.498 1 .002 
20 94.02 86u96 94.96 629.'77 706.63 2.632 0.995 
21 98.24 95.96 96.58 671.22 750. 55 2. 599 0.989 
r 22 69.21 .57 .47 90.04 526.56 587.77 1.994 1.074 
I 23 83.40 70.58 92.18 569.98 636u76 2.363 1 .. 010 
'· 24 91 .97 83.08 94.JO 6-17.27 689.95 2 .. 602 0.996 : i 
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TABLE 3 
ACTIVITY COEFFICIENTS CALCULATED BY VANLAAR 
EQUATION COMPARED TO SMOOTHED EXPERIMENTAL DATA 
van Laar Equation 
Activity Coefficient of Water 
A ~ Y. - [ I + IP< I ] a. ' 
e ><2 
Activity Coefficient of Allyl Alcohol 
8 
A= Oo4.39 
Mole Fraction Experimental 
Allyl Alcohol Activity Coefficients Activity Coefficients 
Water- All;rl Alcohol Water Allyl Alcohol 
Oo95 2o65 ·1 oOOO. 2o62 1.001 
0.90 2. 52 1.005 2.50 1 .005 
Oo80 2u28 1 .02 2o26 1 .. 02 
Oo70 2.05 1006 2.04 1 .06 
0.60 10 82 1013 1. 81 1.13 
Oo 50 ; 060 1 .25 1. 61 1024 
Oo40 1 4') I o ..) ·1044 1.43 1044 
OoJO 1. 26 1080 1. 27 1080 
0 .. 20 1on 2o 50 10 14 2o52 
0.10 ·1004 4. ·16 1004 4o19 
0.05 ; 0 01 5o92 1.01 5.95 
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Run 
No. 
1 
2 
6 
7-A. 
8-.A. 
9 
10 
11 
12 
13 
ii4 
15 
16 
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20 
21· 
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TABLE 4 
EXPERIMENTAL HEATS OF VAPORIZATION 
ALLYL ALCOHOL - WATER 
Mole% Allyl Alcohol TemperatureJ 0c 
Condensed Vapor YaQ.Qr Condensate 
OoOO 100001 100000 
OoOO 99095 99095 
3o09 99021 94096 
9o94 9'7o58 90098 
17080 95022 89o8S 
22060 94008 89054 
14046 96. 16 90 .. 16 
27.93 92048 89.32 
34056 90o,6i 88098 
5o54 98o,71 92.80 
43036 89<> 14 89000 
26034 93.08 89040 
36.58 89.92 88094 
47050 89.04 88082 
63.38 90.88 89 .. 98 
76.90 93016 91068 
86.96 94.96 93042 
95.96 96.56 95.52 
57.47 90 .. 04 89.18 
70058 92.20 90 .. 94 
8J.03 94.28 92084 
32 
Heat of Vaporization 
A fl (calo/gm) 
539.03 
540069 
523.09 
445.34 
391083 
363088 
415044 
333.39 
295.90 
491047 
266.38 
333062 
291.23 
252.54 
218.06 
194014 
183.05 
169.54 
232026 
200.90 
186.45 
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T@LE 5 
LIQUID VAPOR EQUILIBRIUM DAT.A:. 
I$0PROP!NOL - WATER (3) 
ONE ATMOSPHERE PRESSURE 
Mole Pe~ Cent Isopropanol Temp. .Activity Coefficients 
Liquid Vapor oc Isopropanol Cte°') Water ( 'if1J 
9}.1i9 90.1i 81 .. 21 1 .. 012 2 .. 963 
91.53 88 .. 01 8·1 °'01 1 .. 014 2 .. 912 
88.72 85.00 80 .. 75 1.022 2 .. 741 
85.20 81.26 80.51 1 .027 2 .. 657 
81.00 76 .. 98 80 .. 30 ·1.032 2.564 
77.02 74.01 80 .. 14 1.050 2 .. 409 
73 • .33 71.42 80.07 1.067 2.289 
69.71 69.31 80.05 10123 2.166 
69.05 68 .. 79 80.03 1 .. 093 2.157 
68.57 68 .. 24 80 .. 04 1.0911 2.163 
68 .. 38 68 •. 46 80 .. 05 1.098 2.132 
68.13 68 .. 13 80 .. 16 1 .. 093 2. 134 
64 .. 96 66059 80.04 1,.-122 2.041 
58,38 63.58 80 .. 14 1 .. i90 1.864 
45.97 59 .. 39 80"44 1.395 1.582 
33. 14 56.54 80.77 1 .820 1 .350 
23.87 55059 81.11 2.448 1.195 
19.86 54.44 81.19 2.873 1.160 
16.29 52.98 81.39 3.380 1.137 
12,32 53. 78 81 .41 4.531 1 .067 
8,43 SOo-24 8:2.61 5.873 1.049 
4 .. 88 46.60 8J~3D 8.926 1.033 
2,54 33.99 89.04 10.12 1.018 
2.04 23 .. 08 90.80 8000 1.102 
11.36 22044 93. 19 10 .. 54 1.008 
0.83 14.73 95 .. 30 10. 5;, 1.020 
0.116 3.64 98.87 111 .68 1.007 
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TABLE 6 
LIQUID VAPOR EQUILIBRIUM DATA 
NORMAL PROPANOL - WATER ( 6) 
ONE ATMOSPHERE PRESSURE 
Mole Per Cent Normal Propa~ol Temp. Activity Coefficients 
Normal Propanol ( 'fel Water ( ~,':) Liquid Vapor. oc 
o.o o.o 100.0 ~----- 1.000 
1.0 ·1 ·1 .o 95.0 12.109 1.078 
2.0 2·1.6 92.0 13.342 1.072 
4.0 32.0 90o5 10.454 1 .. 005 
6.o 35.1 89.J 8.005 1 .. 025 
10.0 37.2 88.5 5.257 1.068 
20.0 39.2 88.1 2.814 1.181 
30.0 40.4 8'7.9 1.950 1.334 
40.0 42.4 87.8 1. 542 1.509 
43.2 43.2 8'7.8 1.454 1. 572 
50.0 45.2 87"9 1.309 1. 717 
60.0 49.2 88.3 1.168 1.958 
70.0 55.1 89.0 ~.090 2.248 
80.0 64.1 90.5 1.047 2.546 
85.0 70.4 9·1. 5 1 .042 2.695 
90.0 77.8 9208 1 .. 034 2.888 
96.o 90.0 95.0 1.032 2.997 
100.0 100.0 97.J 1.000 
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TABLE 7 
HEAT OF VAPORIZATION DATA 
ISOPROPANOL - WATER (18) 
ONE ATMOSPHERE PRESSURE 
Mole Per Cent Isopropanol Heat of Vaporization 
A ,.t (cal./gm.) 
0 
5 
10 
20 
30 
40 
50 
60 
70 
80 
90 
100 
539.38 
495.48 
450.48 
376.41 
322.15 
280 •. 72 
247.64 
221.64 
201'.31 
184.85 
171.18 
159.48 
TABLE 8 
HEAT OF VAPORIZATION DATA 
NORMAL PROPANOL - WATER (15) 
ONE ATMOSPHERE PRESSURE 
Mole Per Cent Normal Propanol Heat of Vaporization 
t:.>-1'~ ( cal. /gm.) 
2.95 
4.36 
7.88 
12.61 
18.57 
24.67 
29.20 
37,,.42 
46.96 
100.00 
516.01, 
511.23 
482.56 
432.39 
384.62 
351.17 
324.89 
289.05 
258 .. 00 
164.36 
.'J_11·:'"'_' 
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TABLE 9 
PROPERTIES OF THE PURE.ALCOHOLS 
AND THEIR 
Pure Alcohol Properties 
Molecular Weight 
Normal Boiling 
Point? 0c 
Heat of Vaporization 
at NormRl Boiling 
Point 1 caL/grn. 
Molar Volume at 20°c 
ml./gm-mole 
AQUEOUS SOLUTIONS 
Normal 
Propanol 
60.09 
97.J 
164,,.4 
0,,02069 
Isopropanol 
60.09 
82.3 
159. 5 
0 .. 02119 
Allyl 
Alcohol 
58.08 
96.9 
163.2 
0.02014 
Azoptropic Temperature an1 Composition of Aqueous Solutions 
at a Pressure of One Atmosphere 
Normal Propanol-Water 
Isopropanol-Water 
Allyl Alcohol-Water 
Mole Per Cent Water 
-56.82 
37 
31.87 
55.82 
0 
Temoerature,_Q 
87.8 
80.16 
88.98 
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